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ABSTRACT
A loose complex formed between iodine molecules and 
aromatic hydrocarbons has been designated as a ’’charge- 
transfer complex”., These charge-transfer complexes are 
stabilized through a resonance between a ground state N 
and an excited state E. The energy of the ground state 
is approximately the same as the energy of the separate 
speciesj the energy of the excited state exceeds that of 
the ground state by approximately the energy required to 
transfer an electron from the iodine to the aromatic hydro­
carbon. The charge-transfer complexes give rise to an ab- 
sorptipn maximum in the visible region of the spectrumj this 
absorption is found neither in the uncomplexed hydrocarbon 
nor in the uncomplexed iodine. By plotting a function of 
the absorbance at the charge-transfer maximum versus the 
concentration of the aromatic, the equilibrium constant of 
the complex and the extinction coefficient of the charge- 
transfer maximum can be determined. The values of the 
equilibrium constant and the extinction coefficient have , 
been found to vary as a function of solvent. This research 
is concerned with these variations.
viii
The equilibrium constant of the hexaethylbenzene-iodine 
complex has been found to decrease with increasing solvent 
polarity. A blue shift in the absorption spectrum appears 
also as the solvent polarity increases. These effects are 
attributed to either of two effects • (1) an increase in the
quadratic Stark effect with solvent polarity or (2) "["T”*—  D  
transition involving the transfer of a non-bonding electron of I2 
to the HEB | | system.
The Scott-Bower (S-B) method of plotting spectrophoto- 
metric data to obtain Kc and ^  is compared with the Drago 
method . It was found that the two methods give similar 
results but that the Drago method is much simpler to apply.
ix
CHAPTER I 
INTRODUCTION
Early investigators of iodine noticed that the color 
of iodine ranged from violet in carbon tetrachloride solu­
tion to brown in alcoholic solution. Most investigators 
explained this on the basis that in the brown solutions the 
iodine was chemically bound to the solvent. Getman1 noticed 
that the violet solutions had absorption maxima between 
£1*00 and £200 % while the brown solutions had absorption 
maxima between 1*600 and 1*800 2. He postulated that the 
distinction between the two classes could be made on the 
basis of the absorption spectra. Benesi and Hildebrand293 
found that, in addition to the iodine absorption peak, a 
new peak appeared in hydrocarbon solvent which was charac­
teristic of neither iodine nor the hydrocarbon. They attri­
buted this peak to a 1^1 molecular complex of iodine and 
hydrocarbon and on this basis were able to calculate 
extinction coefficients. They concluded that this complex
^■Getman, F.H., jJ. Am. Chem. Soc. £0, 2888 (1928).
a
Benesi, H. and Hildebrand, J.H., jj. Am. Chem. Soc.
70, 2832 (19U8).
3Benesi, H. and Hildebrand, J.H., ibid 7JL, 270£ (19U9).
2was formed due to an acid-base interaction in which the 
iodine acts as a Lewis acid and the hydrocarbon acts as 
a Lewis base.
Mulliken4,c,e treated the iodine and the Lewis bases 
quantum mechanically and found that they could be treated 
as charge-transfer complexes. The results of these calcu­
lations agree quite well with experimental observations for 
a number of iodine complexes.
Bower7 studied the possibility of higher order complexes 
in the aromatic hydrocarbon-iodine systems. He found no 
evidence of higher order complexes in his study. Ham6, using 
special low-temperature apparatus and thin absorption cells, 
found no evidence that higher order complexes exist between 
aromatic hydrocarbons and iodine. Therefore, one must conclude 
that no complexes of higher order than 1*1 exist in solution 
or at least that the concentration of these complexes is 
too low to be detected.
Scott and Bower9 studied the experimental determination 
of the equilibrium constant of iodine-aromatic systems. They
4Mulliken, R.S., jJ. Am. Chem. Soc. 72, 600 (19£0).
SMulliken, R.S., ibid 7U> 811 (19£2).
6Mulliken, R.S., £. Phys. Chem. £8, 801 (19!?2).
7Bower, J.G., "The Interaction of Iodine with Some 
Electron Donors", Ph.D. Dissertation, U.C.L.A., Los Angeles, 
C a l i f J u n e ,  195*6.
aHam, J.S., J. Am. Chem o Soc» 76, 387^ (19£U).
9Bower, J.G., ibid.
3found a variation in the equilibrium constant as a function 
of solvento Using a modified Benesi-Hildebrand determination, 
they were able to obtain extinction coefficients and equili­
brium constants for the hexamethylbenzene-iodine complex in 
CC14, cyclohexane, and n-heptane „
This dissertation consists of a detailed study of the 
hexaethylbenzene-iodine complex in selected solvents and an 
attempt to correlate the changes in equilibrium constant 
and extinction coefficient with solvent polarity.
CHAPTER II
A 0 Theoretical Considerations of Charge-Transfer Complexes
The original explanation of the 1^1 molecular complexes., 
based on the Lewis theory of acids and bases* is quite 
general and gives no insight into the nature of the complexes. 
This theory* outlined by Fairbrother10 (19U8) and Benesi and 
Hildebrand11 (I9h9)s can give neither the orientation of the 
molecules in the complex nor the mechanism of light absorption.
Mulliken12 (1950) proposed that the intense ultra-violet 
absorption bands were due to weakly allowed transitions in 
the aromatic molecules which were made strongly allowed and 
shifted by the perturbation of the iodine molecule. The 
small difference in intensity and wavelength of the iodine 
absorption maximum in aromatic solvents as compared to that 
in vfinert" solvents supported his hypothesis. However*
Mulliken did not rule out the possibility that the new ab­
sorption band was due to the complex as a whole.
10Fairbrother* F.* £. Chem. Soc.* 1051 (19U8).
uBenesi* H. and Hildebrand, J.H.* ibid. 7 1 s 2705 (19h9)»
12Mulliken* R.S.* Op. Cit. 72, 600 (1950).
Mulliken13 (19£l) abandoned his first hypothesis when he 
proved the latter to be the better method of explaining 
benzene-iodine complexes. Mulliken14 (19J>2) then gave a 
complete exposition of the new hypothesis and developed a 
general quantum mechanical treatment of the theory.
The new theory embodies the idea that an electron is 
transferred from a donor molecule to an acceptor. The donor,
B, and the acceptor, A, can, in general, be any suitable pair 
chosen from atoms, atoms-ions, molecules-ions, or molecules 
which are in their totally symmetric singlet ground states.
Now the ground state of any molecular complex AB can be 
denoted as
—  Q  \j/o - j -  b  y j  - ( - » • • *  ( 1 )
In equation 1, \ j / o is a "no bond" wave function \ j / '  (A,B).
It has the form
\f/o~ \ j / ' ( A j B ) =  &  ~^a ]j/g) +- ■ • • * (2)
where ^denotes that the product the wave functions
of A and B is to be made antisymmetric and the terms indicated 
by ♦.... represent modifications due to polarization effects.
\|/| above is a "dative" wave function corresponding to the transfer 
of an electron from B to A accompanied by the formation of a 
covalent bond between the odd electrons in A“ + B+ . Therefore,
13Mulliken, R.S., J. Chem. Phys. 19, $ l k  (19£l)
14Mulliken, R.S., Op. Cit. T k , Qll (19$2).
\
-\j/j =  y (A " - B +) +  •• •• (3)
the + .... term in equation (1) represents additional terms 
of the same form which may be neglected in a simple treat­
ment, Now if normalized so t h a t 1, the coef­
ficients a andb are related by
(U)
a2 ■+ 2  o b S  +  b ■=
$  =  f y 0  \ y i C J i /
(5)
Now if one applies second order perturbation theory 
the ground state wave function can be approximated as
W N-Wo — -jjj? ~ sw/(W, — Wo)
W  he. re. \ /V o  -  f y / o  h l ^ j /o d V )  W i ~  f W i  H t y i d l S
Hoi— f \j/o H \!/\ d V
H is the exact Hamiltonian operator for the entire set of 
nuclei + electrons. Wo is the sum of the separate energies 
of A and B modified by any attractive forces except ionic or 
covalent attraction and by any exchange repulsive forces.
W x includes the ionic and covalent attractions as well as the 
other types of forces. The resonance energy in the ground 
state due to interaction of \jSi and ^should then be given by 
(Wo-Wjj). The resonance stabilization will be strong if and\J/j  
overlap strongly* it will be weak if they do not. The energy 
of formation of the complex may be represented as
Q - (Wa + WB ) - WN (6)
The charge-transfer forces may be opposed or assisted dependent
upon WA + WB Wo.
<
Use of equation (1) is restricted to species of the same 
group.* that is^\^>and'j^must be of th^ same group theoretical 
species. Therefore!^// must be (1) of the same spin type as \ f / a  
and must be (2) of the same orbital species under the group 
theoretical classification corresponding to the over-all sym­
metry of the complex as a whole. Requirement (1) may be 
relaxed for heavy atoms with strong spin-orbit coupling. 
Requirement (2) vanishes when the complex has no over-all 
symmetry.
Analogous to equation (1) an excited state wave function 
exists of the form
\ j / e  =  —  b * \ j / o  +  * • - • * (7)
where a ^  a, b * ~  b, In loose complexes such as the HEB-Ia
complex a2^> b2 and (a*)2^> (b*)2 . Then neglecting terms of
higher order than \ J / / an equation for the excited state corres­
ponding to equation (U) may be obtained as
a*2 - 2a*b*S + b*2 = 1  (8)
Second-order perturbation theory then gives
w E - w ,  -  ^ L = S W )  +  . . . .  (9)
(W,- Wo)
Now gji intense absorption band corresponding to E <— N 
may arise in which \^/will have nearly pure no-bond character 
and nearly purely ionic character. The spectrum associated 
with such a transition is denoted "intermolecular charge trans-
fer spectrum”. That is, light absorption causes an electron 
to Jump from donor to acceptor.
To obtain the predicted intensity of the C-T absorption, 
the quantum-mechanical transition dipole moment must be obtained 
This is given by
■Pen—  ^ /V^ ^/c/V  do)
where is the vector distance of the i ^  electron from any 
convenient origin. Using equations (1) and (7) equation (,10) 
becomes
M e n  —  Q b f t o - \ - ( Q Q * — b t f  ) / J ° '  ( n )
w h e r e  / J l —  —  e  X j / i  d l /  (12)
M ° ~  e  f  Z L  \l / o  d  1/ (13)
H o t -  —  \j/> olv du)
Sincere and\j^are orthogonal we obtain from equations (1) 
and (8)
(d*b — q b*) =  — (q q * — b b*) £) d s)
5 = fy/o y/i d~v
Then using (l£), (1) may be written
/%Al —  (prf— bW j^/Jo, —S p in ) d6)
The main term in the above expression, is essentially
the change in ordinary dipole moment which would be produced
9by transferring an electron from B to A with the nuclei in 
fixed positions. Now may be approximated by
rt8~/w)*That ± 9 > / J / 7 U 0 ±9 of the order of 10 
debyeso The factor a*b should be between 0.1 or 0.2 and 0.7 
for loosely bound complexes.
Approximations of '^and'l^may be used in evaluatingo|. 
Now describing the structure of each partner by the molecular 
orbitals of that partner, the process \j/i^ ”)/^invoIves the Jump 
of one of a pair of outer electrons of the molecular orbitals, 
( p Q in B to a molecular o r b i t a l i n  A. The second electron 
in is left paired with the electron in C ^ b y  a covalent
bond. On substituting the expressions for "XjJo and into e- 
quation (lii) and integrating we obtain
fJ»\ -Spo »  e  S(Hg ' A « )
a/here n s =  ( $ 8 fitted7/j S a B ^ a B j-  J f a f t Q e d ? ,  ( 1 7 )  
5 =  w v ~  2 (I+ S * s  j § » 83 S o
Putting the first of equation (17) in (16) we obtain
/J&I = a*be (a b -/m )+  (tfa-bk*)eS (/Jb'Aob)(18)
To obtain the total intensity in terms of the oscillator 
strength, the following expression may be used
f =  ( 4 .7 0 4 - X  juz) w )
where x, a n d j j z  are the x, y, z components of^/gjj in
10
debyes and!./ , in cm"1, is the weighted average wave number 
over the E*— N band. The preceding expression must be modified
forTT^-n transitions. -
♦
To help clarify the preceding discussion the benzene- 
iodine complex may be used. Mulliken18 (195>2 ) assumed the 
"resting model" for the complex. That is, a model with the 
iodine resting on the benzene with its axis parallel to the 
plane of the benzene and its center on the six-fold axis of 
benzene. The transition dipole m o m e n t t h e n  lies along 
the six-fold axis of benzene. The distance between a line 
joining the centers of the iodine atoms and the plane of the 
benzene ring is estimated to be 3«U S. The resting model 
permits favorable overlap between the odd electrons in the 
molecular orbitals of Ar+ + I2“ to form a weak Ar+ + Ia“ bond.
Mulliken16 ( 1 9 $ 2 ) illustrated#the theory as applied to a 
loose complex with a graph drawn for the benzene-iodine com­
plex (Figure 1).
Figure 1 indicates how the energies Wjj(R) and Wg(R) of 
the states N and E vary with the distance R between the 
centers of the benzene and iodine molecules and how Wjj(R) and 
Wg(R) may have arisen as a result of a resonance interaction 
between states~\f/o of equation (2) with respective
energies Wq (R) and W^R). The energy WN(oO) “ WQ(oO ) is 
taken as zero.
18Mulliken, R.S., Op. Cit. 7 k , 811 (19$2).
16Mulliken, R.S., Op. Cit. 7h, 811 (19^2).
11
Wq (B) Is constant with decreasing R to about 3»7 then dips 
slightly, (dispersion force attraction), and then rises sharply 
(exchange repulsion). At smaller R values resonance between 
\j/o and depresses Wq to become Wg and raises W x to become 
Wg. The interaction is now expected to increase rapidly with 
decreasing R. Figure 1 was drawn by first sketching W0, then 
adding W x using quantitative considerations, then adding Wg 
and Wg on the expectations outlined by the Mulliken theory.
For R • the energy W x is
XBvert. „ BjLvert. (20)
where Igver^ ‘ is the ionization potential for the aromatic 
and E^ver*° is the eleotron affinity for iodine for the verti­
cal processes. For Benzene IBver^» and E^ver^* may be approxi­
mated as"?.2li ev. and. 1.8 ev. respectively. As. A ” and B+ approach 
each other W 1(R) drops due to coulomb attraction energy to about 
R ■ 3»U J?. At small R, the covalent bonding between A" and B+ 
should lower the energy still further but exchange repulsions 
cause a slight increase in energy.
By the Franck Condon principle the peak frequency 7-/gg 
should be closely approximated by Wg - Wg measured vertically 
at the R value (3*U £) of the minimum of curve Wg. Wg in 
Figure 1 has been adjusted to givel/gg • 33,600 cm“x (U* ev.) 
by assuming values of 1.2 e.v. for invert. an(j o.l£ e.v. for 
Wg. These values give satisfactory agreement with the observed 
benzene-iodine C-T transition at 2900 X.
12
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Figure 1. Potential Energy Diagram for Benzene- 
Iodine Complex.
Fi g u r e s h o w s  the potential energy diagram for the 
hexaethylbenzene-iodine complex. As in Figure 1 the W x 
curve decreases as R becomes smaller until repulsion sets 
in and causes a rise in energy. The ground state energy Wq 
remains oonstant to R ■ 3,J> £ and then begins to rise. Now 
the curves Wjj and Wg arise from resonanoe between Wg and W x. 
The charge-transfer absorption now arises from a transition 
from Wty to Wg. Figure 2 shows only the electronic interac­
tions and does not take into consideration the sterio influ­
ences. Thus* the potential well ie shifted somewhat and the 
transition is shown from the position of the true minimum.
For the HEB-I8 the equilibrium separation of the HEB 
and I8 is approximately li.O £. Sterio hindranoe between the 
ethyl groups of HEB makes it impossible for the iodine to ap- 
proaoh oloser. Again the resting model for the oomplex has 
"been assumed. However, for HEB, the methyl groups may be up, 
down, or partly up and down. Therefore, only when all groups 
are in the down position may the iodine approaoh the HEB 
closely. Thus, the equilibrium separation is of the order 
of U.O 2.
l7Bower, J.G., Op. Cit. Dissertation, U.C.L.A. (19f?6), 
p . 3U.
«3 ^  <M
(•A 2)t£<duq
Figure 2a Potential Energy Diagram for the 
HEB-I2 Complex.
CHAPTER II
B. THEORETICAL CONSIDERATIONS OF SOLVENT EFFECTS
In recent years the effects of solvents on electronic 
spectra have been interpreted in terms of electric dipole 
interactions. The red shift (with respect to the gaseous 
spectra) in the solution spectra of non-polar solutes in 
both polar and non-polar solvents has been related by Bayliss18 
to the solvation energy of the transition dipoles* while the 
work of Ooshika19 indicates that the red shift is caused by 
dispersive interactions. Several authorsx9“a 1 have discussed 
frequency shifts in the spectra of polar solutes in terms of 
the relative solvation energies of the permanent dipoles ap­
propriate either to the combining states of the solute or to 
the resonance structures contributing to those states.
Bayliss and McRae81 point out that in general the effects of 
the dipole interactions must bs superimposed on the general
18Bayliss, N.S., J. Chem. Phys. 18, 292 (1950). .
190oshika, Y., £. Phys. Soc. Japan £, 59U (195U).
aoBrooker, L.G.S., Experimentia Supplsmentum II (XlVth 
International Congress of Pure and Applied Chemistry), 229(1955)*
21Bayliss, N.S. and McRae, E.G., J. Phys. Chem. 58, 1002
(195U). ~
16
red shift which is present in all solution spectra.
Bayliss22 calculated the frequency shift of the solution 
spectra with respect to the gaseous spectra by means of the 
equation
(e2 G^/iC'X'Cd-O/^d+O] <21>
where Q  =  ■ radius of a spherical cavity in a
point dipole assumption, D ■ dielectric constant of the medium, 
e is the electronic charge, and x is the displacement in the 
x-direction. The above equation was derived assuming a point 
dipole reacting with Onsagerfs reaction field.
R =  ( § D+ P ) (22>
The frequency shift noted was a general red shift with in­
creasing dielectric constant of the solvent.
Bayliss and McRae23 considered the effects of solvent on 
the spectra of organic compounds in terms of dipole forces 
and the Franck-Condon principle. They related the frequency 
shift of absorption spectra in solution to the solvation ener­
gies of the solute in its ground and excited states. The 
frequency shift A ”V  is then given by l/(soln) -"L^gas) “A T /
«= sn - S* where Sw and S' are the solvation energies in the 
ground and excited states respectively (see figure 3)»
22
23
Bayliss, N.S. Op. Cit. 18, 292 (1?£0).
Bayliss and McRae, Op. Cit., $8, 1003 (195U)
17
Figure 3
4 \
v(gos)
N
\
t/(soln)
Formal diagram of the 
effect of the solvation 
energies Sn and S* on 
the relation between the 
absorption frequencies 
in the gas state and in 
solution.
Although Sw is the normal solvation energy in the ground 
state, S ’ may not be necessarily the. equilibrium value. This 
can be shown by application of the Franck-Condon principle.
The solvation energy of the ground state involves (a) a packing 
factor depending on the geometry of the solute and solvent 
molecules and (b) a factor which depends on the degree of mu** 
tual orientation interaction if the solute and solvent are 
both polar. Now by the Franck-Condon principle, the time re­
quired for optical transitions is short compared with the 
period of nuclear motions. Therefore, at the instant of for­
mation (when the molecule is in its Franck-Condon state) the 
excited solute molecule is surrounded.by a solvent cage the 
size and orientation of which are those appropriate to the 
ground state. The equilibrium excited state is then reached 
by relaxation. This requires a period of several molecular 
vibrations ( 10“13 sec.) for size readjustment, and a time of
10"11 sec.23 if solvent orientation is required. Since the 
fluorescent lifetime is of the order of 10"8 sec., true equi­
librium is established before the solute deactivation occurs. 
The Franck-Condon excited molecule is then in a state of
18
strain (Franck-Condon Strain) which has an energy greater than 
that of the equilibrium state. The two._components of this 
strain are packing strain and orientation strain. Packing 
strain occurs when the solute is bigger in its excited state 
than it is in its ground state. Orientation strain occurs 
when the solute and solvent are both polar and when the solute 
dipole moment changes during transition. Pauling84 showed the 
orientation strain to be a major factor in the blue shift of 
halide ions in solution.
Bayliss and McRae86 considered qeveral cases of solutes 
in both polar and non-polar solvents . These are
Case I, non-polar -solute in non-polar solvent.
Case II> non-polar solute in polar solvent.
Case IIIA, polar solute in non-polar solvent;
solute dipole moment decreases during 
transition.
Case IIIB, polar solute in non-polar solvent) solute 
dipole moment increases during transition.
Case IVA, polar solute in polar solvent) solute dipole 
moment decreases during transition.
Case IVB| polar solute in polar solvent) solute dipole 
moment increases during transition.
Case I. - The solvation energy in the ground and excited 
states is about the 3ame and is due to dispersion forces. No
a4Pauling, 1., Phys. Rev. 3h, 95?U (1929). 
88Bayliss, Op. Cit., p. 292 (19*0)
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Franck-Condon orientation strain appears. If there is no 
packing strain, the spectrum is shifted due to the usual 
polarization (general) red shift. This polarization is de­
pendent on the refractive index.
Case II - There are no solute-solvent orientation forcesj 
therefore orientation strain is absent. This case is exactly 
Case I except that small packing strain will be more important. 
The general red shift is obtained.
Case IIIA - There is no orientation strain ,in the non­
polar solvent. The solvation energy arises from dispersion 
forces and dipole-polarization forces with the latter being 
dominant. Since the solute dipole moment decreases during the 
transition, the dipole-polarization forces contribution to the 
excited state is lessened. This causes S' to be less than Sn 
(Fig. liA) and a blue shift is observed which is dependent on 
the solvent refractive index and change in solute dipole- 
moment. The general red shift is superimposed on the blue 
shift with the result that the total frequency shift may be 
blue or red depending on which effect is dominant.
Case IIIB - This case is the same as IIIA except that 
S' is greater than S" (Fig. lj.B) and a red shift is noted.
Case IVA - The ground state energy is largely due to 
dipole-dipole forces, and the solvent cage is oriented. In 
the equilibrium excited state the solvation energy is small 
due to a smaller dipole-dipole contribution (Fig. £A). 
Orientation strain is present in the Franck-Condon state.
This contributes a negative term to the solvation energy equal
20
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Figure l\.o The effect of solvation energies on the 
solution absorption frequency when the dipole- 
polarization forces are dominant and there is no 
orientation strain: (a) solute dipole moment
decreases, and (b) increases during the transition.
Franck-Condon
Figure Solution spectrum dipole-dipole forces 
are dominant between solute and solvent, and when 
there is no orientation strain in the Franok-Condon 
excited state: (a) dipole moment decreases, and
(b) it increases during the transition.
State
(a) Case IV A
soln) (b) Case IV B
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to the energy required to orient the solvent dipoles around a 
polar moleculeo Thus, a blue shift is obtained. This blue 
shift will depend upon the change in solute dipole moment, the 
solvent dipole moment, and the sizes of the dipoles involved. 
The general red shift usually will be dominated by the blue 
shift .
Case IVB = The dipole-dipole forces between solute and 
solvent will be greater in the excited state. The Franck- 
Condon state will form in a partially oriented atmosphere\ 
and even though orientation strain is present, S® will be 
larger than S". Therefore a red shift (Fig. £>B) is observed. 
The general red shift is also operative with the resulting 
shift always being to the red.
Kasha26 and McConnell27 have stated that rfcn transitions 
are always blue-shifted relative to the gas. Bayliss and 
McRae28*29 state that the T * - n  transitions usually conform 
to Cases IIIA and IVA above since it involves a non-bonding 
electron localized bn a hetero atom. During a transition the 
n electron is transferred from the hetero atom to a neighboring 
tr* system which decreases the dipole moment in the excited 
state. Therefore, there is a resulting, blue shift. The actual 
shift in the spectra is dependent on the magnitude of this
28Kasha, M., Disc. For. Soc. £, lU (1950).
27McConnell, H.M., £. Chem. Phys. 20, 700 (1952).
20Bayliss, N.S. and McRae, E.G., Op. Cit. £8, lOOU (1958).
29Bayliss, N.S. and McRae, E.G., J. Phys. Chem. $ 8 ,
1008 (1958). -
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blue shift and the superimposed general red 3hift.
McRae30 developed a general treatment for frequency 
shifts caused by dipole interactions. Using perturbation 
theory he developed a general expression for the frequency 
shift, then derived from the general expression an expression 
relating the frequency shift to the solvent refractive index 
and static dielectric constant. By assuming that all point 
dipoles associated with any one molecule (i.e. transition 
dipoles as well as permanent dipoles) lie at the same point 
in the molecule and using perturbation theory, McRae derived 
the general expression
2 . 0  ~  L j i  )  M j t  e u
J * 1 (23)
+  2 * c ( / y 1° o e S  - M u e t  )
where the u refers to the solute, subscript o refers to ground 
electronic state, M denotes a matrix element of the dipole 
moment, E represents the electric field, o(^ftnd c/sJl denote the 
polarizability of the solute in ground and excited states 
respectively,0 ^  denotes the field at solute dipoles due to
30McRae, E.G., jJ. Phys. Chem. 61, 563 (1957)*
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solvent induced dipoles,-^ '© is the frequency of an oscil­
lating field at the solute dipole, I— jo is the weighted mean 
wavelength and the bar denotes time-average values.
Then, applying the expression for the reaction field (R) 
for a point dipole at the center of a spherical cavity in a 
homogeneous dielectric31, McRae showed that for an absorption 
from the ground state to the excited state that
p  —  ? - ( c & R )  D ' -  I ( 2 U )
K  —  a 3  2  d  ■’*'/
In the above expression D* denotes the contribution of the 
permanent dipoles to the static dielectric constant of the 
solvent, and a denotes the cavity radius. Equation 2U38 
may be approximated as
p  —  2 Moc r D-l nl-i 1 (.o
K - -Q3 — [-cT2~ "nf+TJ
where D * solvent static dielectric constant and nQ “ the 
solvent refractive index extrapolated to zero frequency. 
Substituting the reaction field into equation (23) McRae 
developed the approximate expression for frequency shift
i ■ r i -  ■ mmm.1 ■■ r ■    n  A -
31Bottcher, C.F.J., "Theory of Electric Polarization", 
Elsevier Pub. Co., Amsterdam, 19!?2, p. 61*.
32Bottcher, C.F.J., ibid., p. 206.
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where jyL Is the oscillator strength. The above equation is 
applicable to emission transitions only when there is no appre- 
ciable dipole reorientation. A similar expression may be 
derived for cases where there is complete dipole reorientation.
Equation 26 represents the frequency shifts in the absorp­
tion bands. When the solute and solvent both are polar, the 
equation represents also the frequency shift in emission 
spectra for no dipole reorientation. If dipole reorientation 
occurs, a similar expression33 is used.
The equations here are derived* on the basis of pure 
solvents. In mixed solvents the weighted'mean wave length 
must be averaged over the solvent components. The first term 
in equation 23 represents the contribution of lihe dispersive 
forces and thus also represents the general red shift. Thus, 
according to McRae's formulation the general red shift depends
33McRae, E.G., Phys. Chem. 61, £66 (19£7)«
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on the weighted mean wavelength which is a function of fre­
quency. In many cases the weighted mean wavelength i3 a
length at zero frequency.
The remaining terms in 23 represent the contribution of 
electrostatic interactions. The second term is the interac­
tions between the solute permanent dipoles and solvent dipoles 
thereby induced. The third term represents the interactions 
between the permanent dipoles of the solute and solvent mole­
cules. The fourth term represents the quadratic Stark effect 
(the splitting of the energy levels of the system that is 
proportional to the square of the externally applied field).
The first term in 26 relates the general red shift to 
the solvent refractive index. This term is similar to, but 
not identical with., expressions derived by Bayliss34 and 
Ooshika35. The last three terms in 26 relate the electro­
static interactions to the solvent refractive ind.ex and 
static dielectric constant.
McRae's theory leads to classification of, solutions pre- 
viously used by Bayliss and McRae36. In case I the first term 
in 26 alone applies and the frequency shift varies approximately 
linearly with (na-l)/(2n®+l). In cases II - IV the McRae theory 
gives modifications and extensions of the older theory.
34Bayliss, N.S., J. Chem. Phys. 18, 292 (19S>0).
350oshika, Y., £. Phys. Soc. Japan 9 i $ 9 k (195U)*
36Bayliss, N.S. and McRae, E.G. J. Phys. Chem. £8,
100U (19SU). ~
constant the weighted mean wave
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Cases II and III of Bayliss and McRae. - The frequency
shifts in cases II and III again vary almost linearly with 
(n2-l) / (2na+l). However, highly polar solvents produce 
anomalous shifts due to the large contribution of the quadra­
tic Stark effect. In IIIA the first two terms apply since 
n0 differs from n.
Case IV of Bayliss and McRae. - Case IV depends criti­
cally on the last two terms of 23 which give the effect of the 
reaction field. In all cases the third term contributes sig­
nificantly! the significance of the last term must be evalu­
ated from the experimental data. 'When the quadratic Stark 
effect does not apply, the explanation is the same as that 
of Bayliss and McRae.
The McRae theory has been applied to the case of phenol 
blue. The theory reproduced the general solvent shifts of 
phenol blue but was unable to reproduce the finer details.
Brooker and co-workers37*98 studied the frequency shift 
in merocyanine dyes. Three dyes IV, V, and IX (nomenclature 
of Brooker, et. al.38)
£332 (1951). - ““
3eBrooker, L.G.S., et. al., ibid. 73, S3£0 (19£l).
k U S
H 2 \
c =  C H - C H • = o
Me
G Z
37Brooker, L.G.S., et. al., £. Am. Chem. Soc. 73.
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have a common electron attracting nucleus and electron repelling 
nuclei whose electron repelling properties decrease in the 
order IV > V >IX« These dyes have anomalous behavior in that 
the most highly polar dye shifts to the blue as the polarity 
of the solvent increases and the least polar dye shifts first 
to the red and then to the blue with increasing solvent pola­
rity, This behavior was explained by Brooker39 in terms of 
the relative solvent stabilisation of the polar and non-polar 
resonance structures. This approach was elaborated on by 
Simpson40 and Platt41. McRae43 explained this behavior in 
terms of the quadratic Stark effect. He considered that the 
highly polar dyes in polar solvents have the right properties 
to favor the quadratic effect. First, since they are highly
39Brooker, L.G.S., Op. Cit., 229 (1955). 
40Simpson, W.T., _J. Am. Chem. Soc. 73* 5359 (195l)» 
41Platt, J , R j J .  Chem. Phys . 2£, 80 (1956). 
42McRae, E.G., Op. Cit., 61, £71 (1957).
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polar, their reaction field R is large and second, the first 
singlet transition is strong. The fact that the first tran­
sition is strong implies that the polarizability in the 
excited state is smaller than in the ground state. The 
lowest singlet transition then makes a large contribution 
to the ground state polarizability and a negative contri­
bution of the same magnitude to the lowest excited singlet 
state polarizability. Figure 6 gives a plot of the reaction 
field R versus the frequenoy shift for moleoules of the mero- 
cyanine type. This curve reproduces the gross features of 
the plot by Brooker of frequenoy shift versus % water (and 
indireotly versus polarizability). MoRae assumed that the 
dipole moment of the exoited state in the oase of the mero- 
cyanine dyes remained constant as the dipole moment of the 
ground state decreased.
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Figure 7. Absorption Spectrum of HEB-I- Complex in CClj,..
CHAPTER III 
METHODS OF CALCULATION
0
Most of the equilibrium constants of hydrocarbon-iodine
\
complexes have been determined using visible and ultra-violet 
absorption spectral techniques. In this study the region 
between 7000 & and 35>O0 £ was examined in detail. Figure 3 
shows a typical plot of absorbance versus wave length for the 
hexaethylbenzene-iodine complex in CC14 . The band appearing 
at 375>0 £ has been assigned to 1*1 molecular complex between 
the hydrocarbon and iodinej the lower energy band is the last 
iodine absorption band. The wave length at which the C-T 
band occurs shifts slightly to the blue as the dielectric 
constant of the solvent is increased.
Benesi and Hildebrand (19U843, 19U944 ) first observed 
the charge transfer (C-T) band in the benzene-iodine complex. 
By appropriate choice of units they were able to derive an 
equation relating the absorbance of the complex to initial 
concentration of the aromatic and iodine. This equation is
Kc£c Xar + ^
(27)
A
43Benesi and Hildebrand, Op. Cit., 70, 2832 (191*8).
44Benesi and Hildebrand, Op. Cit., 71, 270£ (19U9)»
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where C°j2 is the initial concentration of iodine in mole/liter, 
1 is the length of the absorption cell in cm., A is the absorb­
ance of the complex, Kc is the equilibrium constant of the com­
plex, £ c is the extinction coefficient of the complex and is 
the mole fraction of aromatic hydrocarbon. This equation now
G 0 T 1 1is in the form of y ■ mx+b. Therefore a plot of vs. . . .
should yield a straight line which gives the extinction coeffi­
cient and equilibrium constant of the complex. This equation 
has found wide use in determinations of the equilibrium constant 
and extinction coefficient. However, this method suffers from
from ideality, the procedure of fitting the curve becomes 
questionable. That is, the plot puts a heavy emphasis on the 
points at higher concentrations where the deviations from 
ideality are greater and also the extrapolation to determine 
the intercept is drawn across a physically meaningless region
Another method of plotting the spectrophotometric data 
was based on a scheme used by Hofstee46. This equation is
In this case the slope is -Kc and the intercept is Kc ^  . 
The plot does not stretch out towards infinity as equation 
(21) often does, but suffers from the other disadvantages 
encountered in equation (27).
48Hofstee, L., Science 116, 329 (19!?2).
A XAH
two major disadvantages. If the plot of ^ X81 vs# x deviates
A XAR
to — * 0 or ■ cO*
(28)
Scott and Bower46 used an equation which eliminates many 
of the difficulties encountered in the original Benesi-Hildebrand 
plot. They rearranged equation (27) and expressed the concen­
trations in moles/liter to arrive at the equation
A  K  ^
A plot of C*AR vs. C°ARC5*I l/A gives . as the intercept and
Kc t-c
l/£c as the slope. Direct plotting of C °AR rather than its 
reciprocal permits extrapolation to infinitely dilute solution 
for determination of the intercept.
Rose and Drago47 developed an absolute equation relating 
the extinction coefficient and the equilibrium constant to the 
absorbance of the charge transfer band. This equation is
K  r =  - A  ~  A °  —  r °  r ° i  CarG?(&--fi) (3 0)
c  C c -  €i ^ AR a
where Kc"1 is the reciprocal of the equilibrium constant of
the complex^ is the extinction coefficient of the CT band,
£l is the extinction coefficient of the I2 band at the wave
length of the CT maximum, A is the absorbance of the CT band,
A* is the absorbance if the I2 at the CT maximum, C °AR is the
initial concentration of the aromatic and C°T ia the initial
2
concentration of the iodine. When experimental conditions are 
such that the term CC A ~ ~  f t?  ) /  £  £c —  £i)l“"GLis 6mall with
46Scott and BowerJ UCLA Thesis, Bower (ip£6)o
respect to C°^gC*ja / (A-Ao) ( 6j ) " C°AR equation (30)
reduces to a form of the Ketelaar equation
A  ' A  K U C " C a r  - £j
(31)
When the absorption bands of the CT complex and of the iodine 
do not overlap* the equation reduoes to
The general equation (30) contains two unknowns Kg-1 and . 
By taking different experimental trials* two simultaneous 
equations may be set up and solved explicitly for Kg”1 and .
However, this method is awkward to use and a graphical method 
is usually employed. This method consists of assuming values 
of for a given set of experimental data and solving for 
Kg-1'. The values of Kc-1 and are then plotted as the ordi“
nate and abscissa, respectively, and a curve constructed. 
Similarly, other sets of experimental data are used, and the 
curves are constructed on one figure. Since there can be but 
one value of the equilibrium constant and one value of ,
these curves should intersect at one point. Experimentally, 
however, the points representing the intersection of any two 
curves tend to cluster in a small area. The true intersection 
can then be determined by taking a weighted average of all the 
intersections.
In many cases the results of the Scott-Bower plot (S-B) 
and the Drago plot agree quite well. However the Drago method 
appears to have many advantages over the S-B method. The
(32)
Drago method is easier to apply than the S-B method since 
calculation by the method of least squares is not involved. 
^Poor sets of data can be readily recognized by the Drago plot 
and thus eliminated. This is not necessarily the case for 
the other methods of plotting. The curves obtained by the 
Drago method can be used to evaluate the best experimental 
conditions to be used in the determination. The S-B method 
assumes completeness of the reaction in the extrapolation to 
the intercept. No such assumption need be made in the Drago 
plot and valid values for Kc and may be obtained in acid- 
base reactions which do not go to completion. In most of the 
methods of calculation it is necessary to assume that the 
extinction coefficient of the CT complex is independent of 
the concentration and the bulk dielectric constant of the 
solvent. The-Drago method makes apparent any trends which 
may exist in Kg-1 and as a function of concentration. The 
need to extrapolate to obtain the intercept is eliminated in 
the case of the Drago method. Therefore, the method should 
give much better values of Kg"1 and since the small vari­
ations in constructing the plots to determine the slope and 
the intercept are eliminated.
CHAPTER IV 
EXPERIMENTAL RESULTS
This study considers the effect of solvent on the HEB-I2 
complex* The charge transfer (CT) absorption spectra were 
determined in 10 solvents of different polarizability and 
dielectric constant. The solvents used were: n-pentane,
n-heptane, methylcyclopentane, methylcyclohexane, cyclohexane, 
carbon tetrachloride, chloroform, n-butyl bromide, 1,2-dibromo- 
ethane, and 1,2-dichloroethane• The dielectric constants of 
these solvents ranged from 1.8HU for n-pentane to 10.6£ for 
1,2-dichloroethane48 . Tables I and II summarized the results 
obtained for the HEB-Ia complex in the various solvents. The 
values of Kc a n d ^  were determined from plots of the experi­
mental data by the Scott-Bower (SB) and Drago methods. The 
SB method was used in conjunction with a least squares method 
to the best fit. The least squares method is not necessary 
in the Drago method. These plots are shown in Figures 8-2£ 
inclusively.^ The equilibrium constant of the HEB-I2 complex 
decreases with increasing dielectric constant of the solvent.
No regular trend in the extinction coefficient was observed.
A red shift was observed for the ^max of the HEB-I2
■ ....................i i ■■■ ■■
4eNBS circular $11*.
complex and for the A max of iodine. The band position for 
iodine in the complex was identical with the band position 
for uncomplexed iodine. The )[ max for the complex changed 
from 375>0 X in n-pentane to 36*>0 X in 1,2-cichloroethane.
The iodine maximum changed from *>200 X in n-pentane to k9$0 S 
in 1,2-dichloroethane. Table XII summarizes the results of 
the wave length shift as a function of solvent.
The oscillator strength of the CT transition was calcu­
lated from the absorption spectra of the complex (Appendix IV). 
Table IV summarizes the results.
Appendices 1 and 2 give the necessary data and calculations 
for the SB least squares method and the Drago method.
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table I
EXPERIMENTAL VALUES OF Kc AND ^  AS A FUNCTION 
OF SOLVENT BY SCOTT BOWER METHOD j
Solvent Dielectric Constant . Kc
n-pentane 1.81*1* 0.611 1*690
n-heptane 1.921* 0.989 331*0
methylcyclopentane 1.985 0.585 5150
methylcyclohexane 2.020 0.608 5710
cyclohexane 2.023 0.305 9010
CC14 2.238 0.298 6580
CHClg I*.86 0.270 Uooo
n-Butylbromide 7.07 0.276 3100
1,2 Dibromoethane 7.77 0.178 3860
1,2 Dichloroethane 10.65 0.23H 3520
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TABLE II
•EXPERIMENTAL VALUES OF Kc ANd €( AS A FUNCTION OF 
SOLVENT BY DRAGO METHOD -
Solvent Dielectric Constant Kc
n-pentane 108UU 0.61*1 1*500
n-heptane 1.921* 0.806 1*000
methylcyclopentane 1.985 0.718 5000
methylcyclohexane 2.020 0.709 5000
cyclohexane 2.023 O.3O8 7000
CC14 2.238 0.333 6000
CHClg 1* .86 0.270 1*000
n-butyl bromide 7.07 0.281* 3000
1* 2-dibromoethane 7.77 0.230 3000
1,2-dichloroethane 10.65 0.275 1*000
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TABLE III
SHIFT IN A  MAX FOR HEB-I2 COMPLEXES AS 
FUNCTION OF SOLVENT
Solvent max Ia
uncomplexed 
in 2
£>200
5200
5200
5200
£170
51U0
5050
U950
U95 0
H950
\ max I2 
complexed 
in %
C-T /l max 
in g
Kc
5200 3750 0.611
5200 3750 0.989
5200 3725 0.585
5200 3725 0.608
51U0 3720 0.305
51U0 37UO 0.298
5050 3690 0.270
U950 3760 0.276
U950 3660 0.178
U950 3650 0.23U
n-pentane- 
n-heptane
methylcyclopentane
methylcyclohexane
cyclohexane
CC14
CHCI3
n-butylbromide 
1* 2-dibromoethane 
192-dichloroethane
*8
TABLE IV
OSCILLATOR STRENGTH OF THE CT ABSORPTION AS A 
FUNCTION OF SOLVENT
Solvent l/maxCcm”1) l^/gCcm”1) f(experimental)
n-pentane 2h 9900 2600 U£oo 0.12
n-heptane 279000 3200 Uooo 0.13
methylcyclopentane 26,800 3000 $000 0.16
methylcyclohexane 26,800 35>00 Sooo 0.10
cyclohexane 26,600 13^0 7000 0.2U
CC14 26,700 2k $ 0 6000 0.20
CHCI3 27,100 h i o o Uooo 0.13
n-butylbromide 27,200 38^0 3000 0.10
1,2-dibromoethane 27,300 U$oo 3000 0.10
♦
1,2-dichloroethane 2 7,U00 3600 Uooo 0.12
$9
CHAPTER V 
DISCUSSION OF RESULTS
In this study the Scott-Bower (SB) method and the Drago 
method have been adopted for the calculations of extinction 
coefficients and equilibrium constants. The constants which 
we obtain in this study are not the true thermodynamic equili­
brium constants but are constants based on measurements in a 
non-ideal system. Scott48 determined a relationship which 
relates Kc to the ideal equilibrium constants. In this study 
no effort was made to calculate the deviation of Kc from 
•. ideality. Therefore, Kd, Kx, and refer to the apparent 
equilibrium constant of the aromatic—iodine complex»
t
The equilibrium Constant of the HMB-Ia complex was de­
termined to check the experimental method prior to the study 
of the HEB-Ig complex. Figure 26 shows a plot of our data 
for the HMB'-I2 complex. Values of Kc and as taken from 
our plot are l.Ll liters/mole and 7U00 liters/mole-cm. res- 
pectively. These values are in good agreement with*Bower's49 
values of 1.^2 liters/mole and 7U00 liters/mole-cm. respec­
tively.
48Scott, R.L., Re£. Trav. Chim. 7£, 000 (1?S6).
49Bower, J., Op. Cit. (19£6).
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Keefer and Andrews50 determined the equilibrium constant 
of the hexaethylbenzene-iodine (HEB-I2 ) complex in CC14 to be 
3.78 reciprocal mole fraction. When this is converted to 
liters/mole, the result is 0 ,2kf? liters/mole. Bower61 determined 
Kc to be 0.270 liters/mole. Keefer and Andrews calculated an 
extinction coefficient of 83OO liters/mole-cm. while Bower ob­
tained 7U00 liters/mole-cm. These two values agree within the 
experimental error. From the plot shown in Figure 8 we obtained 
a value of 0.298 liters/mole for Kc and a value of 6£80 liters/ 
mole-cm. for . These values are in good agreement with 
those obtained by Bower (See Table V).
Most of the investigations of the aromatic-iodine system 
(CT complexes) have been conducted only in carbon tetrachloride. 
Bower63 studied the hexamethylbenzene-iodine complex in carbon 
tetrachloride, n-heptane and cyclohexane. He found that the 
equilibrium constant varied widely in the different solvents 
and found also a change in'^. as a function of solvent. Table 
VI reproduces the results obtained by Bower.
In solutions in which the ratio of the concentration of
the donor to the acceptor is constant, the* value of Kc 6c
A
should be constant in all solvents. Table VII summarizes the
values of Kc^C ^or some the solvents used in this study.
A
As may be seen from the table the relative values of Kc^C
A
60Keefer, R.M., and Andrews, L.J., J. Am. Chem. Soc. 72,
H677 (19*0).
slBower, J., Op. Cit., Dissertation, U.C.L.A., 1956. p. U5
esBower, J., ibid.
TABLE V
COMPARISON OF THE VARIOUS EXPERIMENTAL VALUES OF THE EQUILIBRIUM 
CONSTANT AND EXTINCTION COEFFICIENT OF THE HEXAETHYLBENZENE- 
IODINE COMPLEX IN CARBON TETRACHLORIDE
Source
Andrews and Keefer 
(19*0)
Tamres, Virzi and 
Searles (19*3)
Bower and Scott
This Laboratory
Kc
0.130
0.267
0.270
0.298
C  max.
16,700
U,*70
7,U00
6,*80
TABLE VI
DATA ON SOLVENT EFFECTS IN THE HMB-I2 COMPLEX DATA TAKEN FROM
J. BOWER THESIS
Solvent
CC14
n-heptane
cyclohexane
Kc
1.52
2.27
3.22
7030
5710
5150
63
TABLE VII
CALCULATION OF Kc^C TO
A
CHECK VALIDITY OF EXPERIMENTAL DATA
Solvent Kc£ <: A k.€c
A
Cone
la
Cone
HEB
methylcyclopentane 3010 0.632 1*760 l.OOxlO"3 0.2l*
0 .1*89 6160 1 0.18
0.339 8880 n 0.12
0.257 11,700 it 0.09
0.168 17,090 n 0.06
n-heptane 3220 0.61*9 1*960 ti 0.2l*
O .505 6380 1 0.18
0.3*3 9120 ti 0.12
0.273 11,800 1 0.09
0.189 17,000 it 0.06
n-pentane 2880 0.590 1*880 1 0.21*
0 .1; 61; 6210 n 0.18
O .316 9110 ti 0.12
0.236 12,200 it 0.09
0.167 17,200 it 0.06
methylcyclohexane 36OO 0.729 1*91*0 ti 0.21*
0.561* 6380 1 0.18
0.370 9730 1 0.12
0.292 12,300 1 0.09
0.205 17,600 1 0.06
61*
are constant in solutions in which the ratio of the concen­
trations of HEB and iodine is constant. The constant values
TC ^ *
of -,c. ;.,M support the validity of the experimental data taken
A -
in this study. The fact that values of are constant
A
indicates that the errors in the determination of the extinction 
coefficient and equilibrium constant are not inherent in the 
experimental determination of the spectrophotometric data.
The errors arise instead through the method of plotting to 
separate the values of Kc and £ r • Thus* a small error in 
the slope of the least squares plot can cause a large error 
in the extinction coefficient and in the equilibrium constant.
In the present study the equilibrium constant of the 
HEB-Ijj CT complex was observed to decrease as the dielectric 
constant of the solvent increased. Figure 27 shows a plot of 
the equilibrium constant versus the dielectric constant. As 
may be seen from the plot the curve could almost be approxi­
mated by two straight lines - one representing the hydrocarbons 
of low dielectric constant^ the other representing the halogen 
containing solvents of higher dielectric constant. Figure 28 
shows a plot of equilibrium constant versus the dipole moment 
of the solvent. Again there is a general decrease in the equili­
brium constant as the dipole moment of the solvent is increased. 
However* in this plot the trend is not quite as consistent. The 
decrease in Kc as the polarity of the solvent increases indi­
cates that the ground state of the CT complex is stabilized 
relative to the excited state with a resultant increase in the 
resonance energy of the ground state.
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A general decrease in the extinction coefficient is 
observed as the solvent polarity and dielectric constant 
increases. However, in this case the extinction coefficient 
seems to pass through a maximum (Figures 29 and 30). This is 
not surprising in view of the isoenergetic point proposed by 
Brooker53. This isoenergetic point is defined as the point
i
at which the principle polar and non-polar resonance struc­
tures have equal energies. The views of McRae84 also tend 
to support the conclusions reached by Brooker.
The CT spectrum of the HEB-IS complex was found to under­
go a blue-shift with increasing dielectric constant and polari- 
zability of the solvent. Figure 31 makes this blue-shift 
evident.
The blue-shift in the spectra indicates that the general 
red shift of all solution spectra is dominated by the electro- 
static interactions. Qualitatively the magnitude of the blue- 
shift actually observed for the HEB-I2 system depends strongly 
on the relative degree of solvent polarity.
Examination of the present results in terms of cases IIIA 
and IVA of Bayliss and McRae86 and McRae86 (see Chapter II-B) 
indicates that the results may be explained in terms of these 
cases for the polar and non-polar solvents. The ground state
83Brooker, L.G.S., Expe. Supp. II (XIV. International 
Congress of Pure and Applied Chemistry), 229 (19££ )
64McRae, E.G., J. Phys. Chem. 61, £69 (19£6).
88Bayliss, N.S.and McRae, E.G.,£. Phys. Chem. £8, 100U (19^1i).
B6McRae, E.G., ibid., 61, £69 (19S6).
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1* 2-Dichloroe thane
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A  max C“T Band (8 )
Figure 31* A  max Oharge-Transfer Band versus 
Solvent Dielectric Constant.
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of iodine and HEB are both non-polarj however, due to the 
resonance interaction and mixing of the dative wave function 
of the excited state with the no bond ground state wave func­
tion, the ground state of the complex would be somewhat polar. 
The oscillator strength of the transition (Table IV) is large 
(of the order of 0„l£) indicating that the lowest singlet 
transition is strong. The fact that the singlet transition 
is strong implies that the polarizability of the excited state _ 
is less than in the ground state. The lowest singlet transi­
tion would then make a large contribution to the ground state 
and a negative contribution of the same magnitude to the 
lowest excited singlet state. That is, the quadratic Stark 
effect of equations (23) and (26) make a large contribution 
to frequency shift with the resulting blue-shift being domi­
nant over the general red-shift. Figures UA and f?A illustrate 
the effect of increased solvation and the blue shift of the 
lowest singlet transition. Under these considerations it 
appears that the present data fit along the upper ..curve of 
Figure 6B in which the reaction field is plotted against the 
frequency shift. Our data seem to fit along the portion of 
the curve (M00<^MX1) in which the blue-shift has become domi­
nant. That is, the results here fit dye IX of Brooker, et 
al57. A plot of reaction field versus dipole moment for our 
data should then reproduce the gross features of curve 6B«
The exact reaction field cannot be evaluated from our data
67Brooker et. al.. Op. Cit„, XIV, 229 (195$).
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for the HEB-I2 as a function of solvent because the dipole 
moment and cavity radius are not known. However, it can be 
shown (see Appendix 3) that log Kc is proportional to the 
dipole moment. Therefore, it is possible to obtain a function 
related to the reaction field (R) by substituting log Kc for
, in the expression for the reaction field. This, quantity,
a3
which we will denote as R/k (log Kc), is plotted versus the 
frequency in Figure 32 (here R is the true reaction field and
k is some arbitrary constant). It is evident that we get an
increase in the pseudo reaction field, R/k log Kc, with in* 
creasing polarity of the solvent and with increasing blue shift 
of the absorption spectra. This tends to confirm the expla­
nation that the blue shifts in the spectra are due to the 
influence of the quadratic Stark effect.
An examination of the equilibrium constant change in 
terms of the preceding discussion shows that the increase in 
the solvation of the ground state will increase the resonance 
interaction of the ground state thus lowering the energy of 
the ground state. The lowering of the ground state energy 
will cause the equilibrium constant to increase. Therefore,
Kc will increase with decreasing solvent polarity.
The results of this study can be explained quite well
using an alternate hypothesis. If the lowest singlet absorp­
tion occurs not through the usual CT transition but through 
an fl transition, the results obtained can be explained
easily. In this hypothesis, the singlet transition will occur 
between the non-bonding electrons of the iodine and the T T  ^
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system in this aromatic. This will give a resulting decrease 
in the dipole moment of the excited state due to the delocali­
zation of charge. The decrease in dipole moment during tran­
sition causes the transition to follow cases IIIA and IVA of 
Bayliss and McRae58 and McRae59,
In the non-polar solvents (Case IIIA) there will be 
competition between the general red shift and the dipole- 
polarization shift to the blue depending on the change in the 
permanent dipole moment and the solvent refractive index.
There is no orientation strain. Figure 27 and Table III show 
that in the non-polar solvents there is only a slight shift 
to the blue. In this case the blue shift arising from the
fi transition dominates the general red shift only slightly. 
In the non-polar solvents, the solvent refractive indices vary 
only slightly (Appendix IIIB). This is consistent with the 
small shifts in the spectra.
In polar solvents (Case IVA) there is an additional 
effect of dipole-dipole interaction together with orientation 
strain. Bayliss and McRae68 state dipole-dipole forces should 
be dominant over dipole-polarization and over the general red 
shift. The larger frequency shifts for the polar solvents 
indicate the dominance of the blue shift. The blue shift 
doubtless depends upon several factorss (a) orientation 
strain, (b) decreased dipole-dipole interaction in the excited
eeBayliss and McRae, £. Phys. Chem. 58, 100U (195U)» 
60McRae, E.G., J. Phys. Chem. 61, 5 6 9 (1957)»
state and (c) decreased hydrogen bonding in the excited state.
The decreased dipole-dipole interaction in the excited 
state gives rise to a lowering of the ground state energy 
relative to the excited energy. This increases the resonance 
interaction of the ground state and thus stabilizes the complex. 
The observed result that Kc decreases with increasing solvent 
polarity is then expected. The increasing polarity of the 
solvent stabilizes the ground state of the complex thus giving 
rise to an increase in Kc .
CHAPTER VI 
EXPERIMENTAL PROCEDURES 
IoCHARGE TRANSFER ABSORPTIONS 
AoPURIFICATION OF MATERIALS
Iodine
The iodine used in the determinations (Baker’s Reagent 
Grade) was resublimed once and stored in a sealed bottle.
Carbon Tetrachloride
Baker's Reagent Grade carbon tetrachloride was used 
without further repurification.
Cyclohexane
Eastman Kodak Yellow Label cyclohexane was purified by 
shaking with fuming sulfuric acid three-times. The cyclohexane 
was then washed with saturated sodium carbonate solution, then 
with water, dried over magnesium sulfate and distilled. The 
first and last 100 ml. were discarded.
Methylcyclohexane and Methylcyclopentane
Phillips Petroleum Company methylcyclohexane and methyl­
cyclopentane were purified in the same manner as cyclohexane. 
n-Pentane
Matheson, Coleman and Bell practical grade n-pentane was 
purified by shaking with fuming sulfuric acid until the acid
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no longer turned yellow. The hydrocarbon was then washed with 
saturated sodium carbonate and then with distilled water* dried 
over magnesium sulfate, and distilled. The first and last 
100 ml. were discarded. 
n-Heptane
Phillips Petroleum Co. n-heptane was purified in the same 
manner as n-pentane.
1,2-Dichloroethane and 1*2 -Dibromoethane
Eastman Kodak White Label 1,2mdichloroethane and 1,2-dibro- 
moethane were used without further repurification. 
n-Butylbromide and Terbutyl Chloride
Baker's Reagent Grade n-butylbromide and t-butyl chloride 
were redistilled.
Chloroform
Merck Reagent Grade chloroform was used without repurifi­
cation, but was dried over MgS04 .
Hexaethylbenaene
Eastman Kodak White Label hexaethylbenaene was recrystal- 
liaed twice from Skelleysolve "Bn.
II. DETERMINATION OF EQUILIBRIUM CONSTANT AND EXTINCTION
COEFFICIENT --
Stock solutions of Iodine In the solvents were prepared 
by weighing out the required amount of iodine into a 2£ ml. 
volumetric flask, immediately adding solvent, and then bringing 
to the final volume at 2'>°C. Stock solutions of hexaethylben- 
zene were prepared by weighing out the required amount of hexa- 
ethylbenzene directly into a 2£ ml. volumetric flask. The 
solutions for absorbance measurements were prepared by pipetting 
out the required amounts of the iodine and hexaethylbenzeqe 
into 10 ml. volumetric flasks. Solvent was then added and 
the solutions were brought to the final volume at 2£°C. The 
concentration of iodine was set at 1.00 x 10-3 mole/liter 
and concentrations of hexaethylbenzene ranging from 0.10 
moles/liter to 0.1;0 moles/liter were used.
The spectrophotometer was the Beckman DK with the constant 
temperature cell. The quartz cells used were matched at
O .999 cm.
A typical determination was carried out as followss
One absorption cell was filled with the HEB-Ia mixture 
and placed in the sample compartment, the second cell was 
filled with solvent and placed in the solvent compartment.
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The spectrum was examined from 7000 2 to 3E>00 S. The instru­
ment was set on 90% transmission at J 000 2’'and the total iodine 
and the total hydrocarbon were subtracted from the observed 
absorbance to yield the absorbance due to the complex. A weak 
iodine band appears at J 0 0 0 2. Therefore, the instrument had 
to be set on 90% transmission so that the base line at 37£0 2 
would be on the chart paper.
CHAPTER VII 
SUMMARY
The absorption spectrum of the hexaethylbenzene-iodine 
complex is shifted to the blue as solvent polarity is in­
creased o This is attributed either to the increasing quadra­
tic Stark effect with increasing solvent polarity or to an 
transition involving the transfer of one of the non- 
bonding iodine electrons to the TT system of the hexaethyl- 
benzene. Accompanying the blue shift in the absorption 
spectrum* a decrease in the equilibrium constant is noted. 
This decrease in Kc is compatible with either of the above 
explanations. The change in can also be explained in 
terms of either hypothesis.
In view of the fact that, the iodine band also shifts 
towards the blue-with increasing solvent polarity, the qua­
dratic Stark effect seems the more reasonable explanation. 
This hypothesis is also consistent with Mulliken's theory of 
charge-transfer spectra.
The Scott-Bower (S-B) method and the Drago method of 
plotting spectrophotometric data to determine the equilibrium 
constant and extinction coefficient were used. It was found 
that the two methods give comparable results but that the
81
82
Drago method is much simpler to apply.
Only one charge-transfer band was observed in the hexa­
ethylbenzene-iodine spectrum. This indicates that either no 
complexes of higher order than 1*1 exist in the system or 
that if they do exist they fall at the same frequency as the 
lsi complex.
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APPENDIX I
CALCULATION OF SCOTT-BOWER BY THE METHOD 
OF LEAST SQUARES
87
CALCULATION OF S-B METHOD BY LEAST SQUARES
I. AROMATIC - HEXAETHYLBENZENE
A. n-Pentane
C °AR c °a rC°i2mi
A
<#oHK
No. X y X 8 xy
1 0.2U l*.oi 0.0576 0.9621*
2 0.18 3.88 0.0321* 0.6981*
3 0.12 3 »79 0 .01UU 0.1*51*8
1* 0.09 3.66 0.0081 0.3291*
5 0.06 3.61 0.0036 0.2166
0.69 18.95 0.1161 2.6616
M  — n Z  Vi Xi “ I  A  X. q', _ 5(2.6616) - 13.0755j { mm* ■
r  z  xt -* (ZKl)z 5(0.1161) - 0.1*761
b - - -  ZV< z ,  V :  ’/ < 2.2001 -— m 1.8365
nr.# ■ "(ZV-(.)£ ' 5(0.1161) - 0.1*7^1
Plot o ’a r o ’i,
A
x 104 -  2 o!3 C°AR ♦ 3.1*8
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B. n-Heptane
C°AR
A
x 104
No. X y X2 xy
1 0.2l* 3.69 0.0576 0.8856
2 0.18 3.f?l* 0.0321* 0.6372
3 0.12 3.39 0.011*1* 0.1*068
h 0.09 3.30 0.0081 0.2970
* 0.06 3.17 0.0036 0.1902
0.69 17 »09 0.1161 2.1*168
M - 5(2 .1*168 ) - (11.7921) - 2.99
5(0.1161) - 0.1*761
V> m
1.981*15 - 1.6676
 ^_nn
5(0.1161) - 0.1*761
Plot C arC Ia x 104 - 2.99 C*AR + 3*03
A
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C . Methylcyclopentane
C#AR C#ARC#Ia -------- 1  x  io4
A
No. X 7 X 2
1 0.21* 3.7 9 0.0?76
2 0.18 3.68 0.0321*
3 0.12 3 «?3 0.11*1*
1* 0.0? 3.?0 0.0081
S 0.06 3.1*? 0.0036
0.6? 17 .?? 0.1161
?(2.?176) - 12.38??
M ■ _ _ - T - i -f— i r  ~i— r ■ 1 Q)|
?(0.ll6l) - 0.1*761
2.081*0 - 1.7371 
V )  ■  i l l .  . .  .  II ,  m m ~  .  I ■  3.32
?(0.1161) - 0.1*761 J°
c #a rC°i2
Plot ---------  x 104 „ lo 9 ] i C*AR + 3e32
xy 
0.?0?6  
0 »662l* 
0.1*236 
0.31?0  
0.2070
2.?176
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D. Methylcyclohexane
0-AR o ’a r c -i , __ ltt.
A
No. x y x2 xy
1 0 o2U 3»29 0.0^76 0.7896
2 0.18 3.19 0.032U 0.57U2
3 0.09 3.08 0.0081 0.2772
U 0.06 2.93 O.OO36 0.1758
5 0.025 2.9U 0.0009 0.0882
0.60 15.1*3 0.1025 1.9050
(£) (1.9050) - (9.2580) 0.2670
M ■ ---     » ... ■ — » 1.75
(5) (0 .1025) - (0 .3600) 0.1525
(1.5816) - (1.11*30) O.U386
(5) (0.1025) - (0 .2600) 0.1525
Plot C#ARC°Ia
---------  x 104 - 1.36 C°AR + 2.88
2.88
**
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E. Cyclohexane
x 10«
No. X y X2 xy
1 0 .2l* 3o80 0.0276 0.9210
2 0.18 3 o81 0.032U 0.6828
3 0.12 3.78 o„oii*l* 0.1*236
h 0.09 3.76 0.0081 0.3381*
$ 0.06 3.68 0.0036 0.2208
0.69 18.83 0.1161 2.6106
M ■
£(2.6106) - (12.9927) 0.0603- > n ti7P
2(0.1161) - (0.1*761) 0 .101*1*
Vi ■
(2.1862) - (1.8013) 0.381*9
2(0.1161) - (0.U761) 0.101*1*
Plot C #ARC V
  --- - x 104 - 0.278 C#ar + 3*69
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Carbon Tetrachloride
0C°AR C'ARC j
 .--- 2. X 1Q4
No. x y x2
1 0.1*0 1* .85 O 0I6OO
2 0o30 I4. o 73 0.0900
3 0.25 U .60 0.0625
k 0 o20 U068 0 .01*00
5 0.15 l*.57 0.0225
6 0.10 l*.l*5 0.0100
1 .1*0 27.88 0.3850
M
6(6.51*05) “ (39.032) _ 0.211 
6(0.3850) - (1.9600) " 0.350
0.60
, _ (10.7338) - (9.1567) _ 1.5772
6(0.3850) - (1.9600) " 0 .35(00 1*.$0
Plot C*a rC #t
— I--- - x 104 - 0.60 c*AR + i*.5o
xy 
1 .91*00 
1 .1*190 
1.1150 
0.9360
0.6855
0.1*1*£0
6.51*05
9U
Go Chloroform
No o x y X 2 xy
1 0 o2l* 9.55 0.0*76 2.2920
2 0 018 9.70 0.0321* 1.71*60
3 0 ol2 9.^0 0 .011*1* 1.11*00
U 0o09 9.^1 0 .0081 0.8**9
9 O 0O6 8 0 6 O O 0OO 36 0.*160
O 063 38.26 0 .112* 6.0339
M -
U(6o0339) - 21*.1038 0.0£81*
* 0.*8
l*(0.112*) - (Oo3969) 0.0*31
b ■ I*. 301*3 - 3.8011* 0.*029 - 9.1*7
1*(0.112* >-(0.3969) 0.0*31
C#ARC°I»
Plot --- j----=. x 10 - 0 eJ>8 C ’Ar ♦ 9.1*7
9$
H. n-Butyl Bromide
°°AB C°ARC°Ia
A
x 104
No . X y xa xy
1 0.U0 1 2 . 9 0 0 . 1 6 0 0 ? .1 6 0 0
2 0o30 12 o?0 0 . 0 9 0 0 3 .8 1 0 0
3 0  o20 12 okO 0 . 01*00 2 .1*800
U 0 . 1 ? 1 2 .2 0 0 . 0 2 2 ? 1 .8 3 0 0
? 0 . 1 0 1 1 .9 0 0 . 0 1 0 0 1 .1 9 0 0
1 . 1 ? 6 2 .1 0 0 . 3 2 2 ? ll* . 1*700
M -
?(ll*.U70) -  ( 7 1 . U 1 ? )
?(0.322?) -  ( 1 . 3 2 2 ? ) 0.2J0
v ■ (20.0273) -  (16.61*10) 3.3863 1 1 . 6 75(0.322?) - (1.322?) 0.2900
0 AR° I
Plot ---  2. x io4 - 3*22 C*j^ + 11.67
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I. l*2-Dibromoethane
C \ t, c °aw c °-._
x 104
AR u ARU Ia
A
No. x y xa
1 0.2l* 15.20 0 .0^76 3
2 0.18 1U »90 0.032U 2
3 0.12 IU08O 0.011*1* 1
1* 0.09 11*. 70 0.0081 1
5 0.06 ll*. 90 O.OO36 0
0.69 7h *$0 0.1161 10,
(5) ( 1 0 . 3 2 3 0 ) -  ( S 1 .U0S0 ) 0 . 2 7 0 0
M « ■ ■..........,■■■     ■ ■ «   - 2 .£9
(5 ) (0 .1161) - (0 .1*761) 0 .101*1*
(8.61*95) “ (7.1229) 1.5266
(5 )(0oii6i)-(o.1*761) 0.101*1*
11* 062
C °ARC#I
Plot ---.--- £. x 104 - 2.39 0 ° ^  + 11* .62
.61*80
.6820
.7760
.3230
.89UO
3230
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J. 1,2-Dichloroethane
C#AR C;#ARc °I8
...... ■ X
A
104
No. X 7 xa xy
1 . 0.2l* 1 2 . 8 0 o .0576 3 .0 7 2 0
2 0 018 1 2 . 7 0 0.0321* 2 .2 8 6 0
3 0 . 1 2 1 2 . 6 0 0 . 011*1* 1 .*>120
1* 0 . 0 9 1 2 . 2 0 0 . 0 0 8 1 1 . 0 9 8 0
* 0 . 0 6 12.1*0 0 . 0 0 3 6 0 . 71*1*0
0 . 6 9 6 2 . 7 0 0 . 1 1 6 1 8 .7 1 2 0
M »
( S )  ( 8 . 7 1 2 0 ) - (U 3o 2 63 0 )
BB
0 . 2 9 7 0
2.81*
(9) ( 0 . 1 1 6 1 )  - (O .U761) o . i o u u
K ■ ( 7 . 2 7 9 S )  -
( 6 . 0 1 1 3 )
SB
1 .2 6 8 2
12.11*u
(5) ( 0 . 1 1 6 1 )  - (0 .1*761) 0 .iol*l*
Plot ■ 2.81*C • + 1 2 . m
A AH
SUMMARY OF TERMS FOR LS
Solvent [ I . ' Y i f 'Z2?
n-Pentane 00U761 0.1161
n-Heptane O.U761 0.1161
Methyl-
cyclopentane O.U761 0.1161
Methyl-
cyclohexane 0.3600 0.102$
Cyclohexane O.U761 0.1161
CC14 1.9600 0 .38$0
CHCI3 0.3969 0 .112$
n-Butyl-
bromlde 1.322$ 0.322$
1,2-Dibromo*
ethane O.U761 0.1161
1,2-Dichloro-
ethane O.U761 0.1161
METHOD OF HEB-I2 COMPLEX
Ui 
vo-CM 13 »07$$
m
2.13
b
3.U8
2,1*168 1107921 2.99 3.03
2 o$176 12.38$$ 1.9U 3»32
1.90$0 9.2$80 1.75 2 o88;
2.6106 12.9927 0.$8 3»69
6.$1*0$ 39o032 0.60 Uo$0
6.0339 2U.1038 0.$8 9.1*7
ll*.1*700 71.Ul$0 3.22 11.67
10.3230 $i.l*o$o 2 .$9 ll*.62
8.7120 1*3 <>2630 2.81* 12.ll*
9 8
APPENDIX II
CALCULATION Kc-1 AND ^  FOR PLOTTING OF THE 
EXPERIMENTAL DATA BY THE DRAGO METHOD
99
100
A. n-Pentane 
No. C °AR C°t
12 A
C °AR C°I; 
A
1 0„2U l.OOxlO”3 0„£99 U . o i
2 0 . 1 8 l.OOxlO*”3 0.U6U 3.88
3 0.12 1 .OOxlO**3 0 . 3 1 9 3 . 7 6
U 0 . 0 9 l.OOxlO"3 0.2U5 3.68
5 0 . 0 6 1.00xl0“3 0.166 3.61
No. 1
c °a r c °i2
A £ rs_
V 1
3500 l . U o 1.16
Uooo 1 . 6 0 1 . 3 6
U5oo 1 «80 l . £ 6
£ 00 0 2 oOl 1 .7 7
55oo 2.21 1 . 9 7
No. 2
" c
c°A R c ° Ia
A
Kc’ 1
3500 1 . 3 6 1 . 1 8
Uooo lo££ 1 . 3 7
U5oo 1 . 7 5 1 .5 7
£000 2 . 1 3 1 . 9 5
£ £0 0 2 . 1 3 1 .9 5
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A „ n-Pentane, continued
No. 3
No
No, 5
°*abC'i„ “o'1
e c — ------f-c
3500 1.32 1.20
UOOO 1.5.0 1.38
U500 1.69 1.57
5000 1.88 1.76
5500 2.07 1.95
f
C °ARC °I2 . Ke"1
, c
C A
3500 1.29 1.20
UOOO 1.U7 1.38
U500 1.66 1.57
5000 1.8U 1.75
5500 2.02 1.93
c °ARc °Ia k c“X
— — ec
3500 1.26 1.20
UOOO 1.UU 1.38
U500 1.62 1.56
5000 1.81 1.75
5500 1.99 1.93
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B„ n-Heptane
c °ARc °I2
C AR C Ia A------- -----  X 10*
1 0 .2U 1 . 0 0 x 1 0 - 3  0 .6U 9  3 . 7 0
2 0 018 l.OOxlO"3 0 , 5 0 7  3 .SS
3 0 , 1 2  1 , 0 0 x 1 0 - 3  0 , 3 5 3  3.U0
U 0 , 0 ?  l.OOxlO-3 0 . 2 7 2  3 . 3 1
5 0 . 0 6  l.OOxlO"3 0 . 1 8 5  3.21*
No, 1
No,
r i. . i C
■ - k r
C#ARC°I2 Kc
- 1
3000 l . l l  0 , 8 7
3500 1 , 3 0  1 . 0 6
UOOO 1,U8 1,2U
U500 1 ,6 7  1.U3
5 00 0  1 , 8 5  JL .61
c °arc °i2 k c -i
Cc A----€ C.
3000 1 , 0 7  0 , 8 9
3^00 1 ,2U 1 . 0 6
UOOO 1 .U2 1 . 2U
U£00 1 . 6 0  1.U2
5000  1 . 7 8  1 . 6 0
103
B. n-Heptane, continued
No, 3
NOo U
No. 3
C A ^ c
3500 1 . 0 2  0 . 9 0
3^00 1 . 1 9  1 . 0 7
Uooo 1 . 3 6  1 . 2U
U500 1 . 5 3  1.U1
5000 1 . 7 0  l o £ 8
C°ARC°I8 Kc"1
£ C A
3000 0 . 9 9  0 . 9 0
3500 1 . 1 6  1 . 0 7
Uooo 1 . 3 2  1 . 2 3
U5oo 1 .U9 loUo
5000 1 . 6 6  1 .5 7
c°arc°i2 . V 1
A " c
3000 0 . 9 7  0 . 9 1
3500 1 . 1 3  1 . 0 1
UOOO 1 . 3 0  lo2U
U$oo 1 .U6 1 .U0
5000  1 . 6 2  l o £ 6
C . methylcyclopentane 
No. C°AR C°l2 A c °arc °i2 X
A
1 0.21+ l.OOxlO"3 0 . 6 3 3 3 . 7 9
2 0 . 1 8 l.OOxlO"3 O.U89 3.68
3 0 . 1 2 l.OOxlO"3 0 . 3 3 7 3 .56
U 0 . 0  9 l.OOxlO"3 0 . 2 5 6 3 . 5 1
5 0 . 0 6 l.OOxlO"3 0 . 1 7 3 3 .U6
No, 1
£ r
S.
°0ARC'la
A ■Cc
Kc"1
Uooo 1 . 5 2 1 . 2 8
U5oo 1 . 7 1 1 .U7
5000 1.90 1 . 6 6
5500 2.08 1.8U
6000 2 . 2 7 2 . 0 3
CMoOS3
c
c
c,arc°i8
A
ir "1 
C
Uooo 1.U7 1 . 2 9
U$oo 1 . 6 6 1 .U8
5000 1.8U 1 . 6 6
5500 2.02 1.8U
6000
HCMOCM 2 . 0 3
10£
C. Methylcyclopentane, continued
No. 3
0*AH0’ls Kc*1
e  c-----------------------— I ------- £ C
1*000 1.U2 1.30
U£00 1.60 1.U8
£000 1.78 * I066
££00 1.96 I08U
6000 2.1U 2.02
No. U
C°ARC°Ia Kc-X
A ^ C
Uooo 1 .U0 1 . 3 1
u s o o  l.£8 1.U9
£000 1.76 1.67
££00 1.93 1.8U
6000 2.11 2.02
No. £
c-arc 'i8 V 1
£ c. A £ c
UOOO 1.38 1.32
USOO l.£6 l.£0
£000 1.73 1.67
££00 1.90 1.8U
6000. 2.08 2.02
106
D. Methylcyclohexane
No. C°AR c \
x2
A
c #arc ‘i2
A
1 0.2l* l.OOxlO-3 0.729 3.29
2 0.18 l.OOxlO-3 0.562 3.20
3 0.12 l.OOxlO-3 0.393 3.05
1* 0.09 l.OOxlO"3 0.300 3.00
5 0.06 l.OOxlO-3 0.201* 2.9U
No. 1
C°ARC°Ia r V *
A •>- r
1*000 1.32 1.06
1+500 1.1*8 1.21*
5000 1.65 1.1+1
5£00 1.81 1.57
6000 1 . 9 7 1.73
No. 2
£ rs
C#ARC*Ia
A
H1
OW
1*000 1.28 1.10
1*500 1.1*1+ 1.26
5000 1.60 1.1*2
55oo 1.76 1.58
6000 1.92 1.71*
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D. methylcyclohexane, continued
No o 3
C °ARC#Ia V 1
€ c . — a— - e c
UOOO 1«22 1 . 1 0
U500 1 . 3 7  1 . 2 5
5 ooo 1 . 5 3  l . U i
5500  1 . 6 8  1 . 5 6
6000  1 . 8 3  1 . 7 1
No. U
c 'arc °i8 V 1
-C A € c
UOOO 1 . 2 0  1 . 1 1
U500 1 . 3 5  1 . 2 6
5 ooo i . £ o  l . U i
55oo  i . 6 5  1 . 5 6
6000  1 . 8 0  1 . 7 1
No. 5
c °ARc°Ia V *
- 7 ---
UOOO 1 . 1 8  1 . 1 2
U500 1 . 3 2  1 . 2 6
5000 1 .U 7  l . U i
5500 1 . 6 2  1 . 5 6
6000 1 . 7 6  1 . 7 1
108
E. Cyclohexane
No. C°AR c°ix2
A C °ARC °Ia
A
1 0.2U l.OOxlO"3 0.620 3.87
2 0.18 l.OOxlO"3 0.1*72 3.81
3
CVIHoO l.OOxlO"3 0.319 3.76
U 0.0? l.OOxlO"3 0.2l*l 3.73
* 0.06 l.OOxlO-3 0.162 3.70
No. 1
c °a r c °i2
A
Kc-1
6000 2.32 2.08
6j>00 2.£2 2.28
7000 2.71 2.1*7
7^00 2.90 2.66
8000 3.10 2.86
No. 2
c °a r0 °i8
A -  c
V *
6000 2.29 2.11
6£00 2.1*8 2.30
7000 2.67 2.1*9
7500 2.86 2.68
8000 3.0^ 2.87
x 104
10?
£. cyclohexane, continued
No. 3
f e e
C °ARC°Ia
A
Kc“X
6000 2 .2 6 2.1U
6^00 2 *UU 2 .3 2
7000 2 . 6 3 2 . 9 1
7900 2 . 8 2 2 .7 0
8000 3 . 0 1 2 . 8 9
c°ARG °Ia 
A € C
* c " X
6000 2.2U 2 . 1 9
6900 2.U2 2 . 3 3
7000 2 . 6 1 2 . 9 2
7900 2 . 8 0 2 . 7 1
8000 2 . 9 8 2 . 8 9
£ c
G °ARG °Ia 
. A
H1
O
6000 2 . 2 2 2 . 1 6
6900 2 . M 2 . 3 *
7000 2 . 9 9 2 . 9 3
7900 2 . 7 8 2 . 7 2
8000 2 . 9 6 2 . 9 0
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F. CC14 
No. C°AR C °I■*•2 A
c V i a
A
1 o.uo 0.20xl0“3 0.166 U.83
2 0 .3 0 O.UOxlO-3 0.25U U .73
3 0.20 o . 50x i o - 3 0.216 U o6U
U 0 .1 5 l.OOxlO-3 0.328 k .!>7
* 0.10 2.OQxlO"3 0.UU2 U.53
No. 1
* c
C °ARC#Ia Kc"1
A
5000 2.U2 2.02
5£oo 2.66 2.26
6000 2 .9 0 2.50
65oo 3.1U 2 . 7 k
7000 3o38 2.98
No. 2
c
c °ARc°Ia Kc - X
A w
5000 2.37 2.07
5500 2.60 2.20
6000 2.8U 2.Ml
6500 3.07 2.77
7000 3.31 3.01
Ill
Fo CC14, continued
No. 3
£000
££00
6000
6£00
7000
No. U
£000
5500
6000
6£00
7000
No. £
e c
£000
££00
6000
6£00
7000
u AR Ia 
 A----
2.32 
2 .££ 
2.78 
3.02 
3.2£
c °a rC°i2
“ A----
2.29 
2.£1 
2.7U 
2.97 
3 #20
2.27
2.U9
2.72
2.9U
3.17
2.12 
2.35 
2 .£8 
2.82 
3.0£
2.1U 
2.36 
2.£9 
2.82 
3.0£
. V 1
2.17
2.39
2.62
2.81;
3.07
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G. CHC1 
No.
3
C°AR C °I±2
A °'arc *i3
A
1 0.2U l.OOxlO"3 0 .2U * 9.80
2 0 . 1 8 l.OOxlO-3 0.188 9.60
3 0 . 1 2 l.OOxlO-3 0 .126 9 .*0
U 0 . 0 9 l.OOxlO"3 0.096 9 «U0
$ 0.06 l.OOxlO"3 0 . 0 6 $ 9 .3 0
HoOS3
c °a r c °i8 r V 1
A e c
3000 2.9U 2 . 7 0
3*00 3.U3 3 . 1 9
Uooo 3 . 9 2 3 . 6 8
U$oo U .U l U .17
$000 u.90 U .66
No. 2
C*ARC#Ia r
K “ 1 0
A e c
3000 2 . 8 8 2 . 7 0
3$00 3 . 3 6 3 . 1 8
Uooo 3.8U 3 . 6 6
U*oo U .3 2 U.1U
$000 U .80 U .* 6
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G. CHCI3 , continued
No. 3
N o .  U
No .  5
c #ARc *I2 k c "X
G c a
3000 2 . 8 ^  2 . 7 3
3 5 0 0  3 . 3 3  3 . 2 1
UOOO 3.8O 3 . 6 8
U500 U . 2 7  U . 1 5
5000 U«75 U . 6 3
C°ARC °I3 V "
I— €c
3000 2.82 3.73
3500 3.29 3.20
UOOO 3.76 3.70
U500 U.23 U . i U
5000 U .70 u.61
O'arO’i, Kc'1
A
3000 2.79 2.73
3500 3.26 3.20
UOOO 3.72 3.66
U500 U . 1 9  U.13
5000 U . 6 5  U . 5 9
I. n-Butyl Bromide 
No. C'j^ 0 °Txa A
c °arc °i2
A *
1 0.1*0 l.OOxlO"3 0.287 13.95
2 0.30 l.OOxlO”3 0.237 . 12.67
3 0.20 l.OOxlO"3 0.162 12.38
U o.i£ l.OOxlO"3 0.123 12.21*
5 0.10 l.OOxlO"3 0.081 12.30
No. 1
c.
-C
° ”a r c "i2
A ;€ c
v x
2000 2.79 2.39
2500 3.1*9 3.09
3000 I*.19 3.79
3500 1* .88 1* .1*8
1*000 5.58 5.18
No. 2
c ’a h c °i2
A
K -1 
e
2000 2.53 2.23
2500 3.18 2.88
3000 3.80 3.50
3500 U .1*3 U .13
1*000 5.07 1* .77
11*
No. U
No. 5
I. n-Butyl Bromide, continued
No. 3
C°ARC°Ia V 1
T—
2000 2.U8 2 . 2 8
2500 3 . 1 0  2 . 9 0
3000 3 . 7 1  3 . 5 1
3500 U .3 3  U .1 3
UOOO U.95 U.75
C°ARC-Ia V *
€c ~ ----e c
2000 2.U5 2.30
2500 3 . 0 6  2 . 9 1
3000 3 . 6 7  3 . 5 2
3500 U .28  U .13
UOOO U .9 0  U .7 5
c°ARc*Ia Ke"1Ls
■ €
2000 2.U6 2.36
2500 3 . 0 8  2 . 9 8
3000 3 . 6 9  3 . 5 9
3500 U .3 1  U .2 1
UOOO U .92  U .82
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J. 1,2-Dibromoethane
No. C°AR G°I■*•2 A
ill- 12
A 1
1 0.2U l.OOxlO"3 0.157 15.30
2 0.18 1.00x10“® 0.120 15 .oo
3 0.12 l.OOxlO’3 . 0.081 1U.80
U 0.09 1.00x10“® 0.061 1U.70
5 0.06 1.00x10“® o.oui 1U .60
No. 1
c °a r c °i2c\ Kc"1
Vv.
A e c
2000 3.06 2.82
2500 3.83 3.59
3000 U.59 U .35
3500 5.36 5.12
Uooo 6.12 5.88
No. 2
K “1 c
ec . A
2000 3.00 2.82
2£00 3.75 3.57
3000 U.50 k .32
3500 5.25 5.07
Uooo 6.00 5.82
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J. 1,2-Dibromoethane, continued
No. 3
No,
No. 5
C°ARC°Ia V 1
V"C A C
2 0 0 0 2.96 2.8U
2500 3 . 7 0  3 .£ 8
3000 U.UU U .32
3*00 5 . 1 8  5 . 0 6  
UOOO 5 .92 5.70
'a r c #i2 . V 1
v C A
2000 2 o9U 2 .8 5
2500 3 .6 8  3 . 5 9
3000 U .U l  U.32
3500 5.15 5 . 0 6
UOOO 5 . 8 8  5 . 7 9
c#ARc#Ia . V *
rC --    C
-C A
2000 2.92 2.86
2500 3.65 3.59
3000 U .3 8  U *32
3500 5 . 1 1  U .05
UOOO 5.8U 5.78
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K.
No.
1,2-Dichloroethane
C°AR C °Xa A
c #a r c °i 2
A
1 0 .2 k 1.00x10“® 0.188 12.80
2 0.18 1.00x10“® 0.1U2 12.70
3 0.12 1.00x10"® 0.096 12 .$0
U 0.0? 1.00x10“® 0.072 12 .U*
* 0.06 1.00x10“® 0.0U9 12.3*
No. 1
r C#ARC#I2 V 1
^ r■v
3000
A
3.8U
€ c
3.60
3*00 U.U8 U.2U
Uooo $.12 U.88
U£00 *.76 *.*2
$000 6.U0 6.16
No. 2
c°ARc °I2 Kc"1
■* i A
3000 3.81 3.63
3*00 U .U* U .21
Uooo * .08 U .90
U$oo *.72 *.*u
$000 6.3* 6.17
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Ko 1,2-Dichloroethane
No. 3
No. U
C °ARC#Ia V 1
 1----
3000 3.75 3.63
3500 U .38 U.26
UOOO ^.00 U .68
U500 5.63 5.51
5000 6.25 6.13
C\nC°T K “1
No. 5
c
-  r
AR Ia o
1
3000 3.7U 3.65
3500 U.36 U .27
UOOO U *98 U.89
U500 5.60 5.51
5000 6.23 6.1U
C°ARC ’l2 „ V *
3000 3.71 3.65
3500 U.32 U.26
UOOO U.9U U .88
U500 5.56 5.50
5000 6.18 6.12
APPENDIX III A 
CALCULATION OF PROPORTIONALITY OF K AND/&
Assuming 
A f # ■ -RTlnK 
then
k -  6- A f °/RT
Now the entropy of the system is negligible, so
A f ° ■ Wjj « W 0 - (H0l - W0S)8 / (Wj, - W 0 ) (See Chapter IIA)
so
K “ e“w0/RT e<Hoi “ woS)S /(Wx - W0)RT 
b
Now J " “(H0 i - SW0 ) / (Wx - W0 ) (See Chapter IIA)
o°o 7? * (Hox - SW0 )a / (Wx - W0 )2
So K - e-Wo/RT ,»>*/»* (»i - W0 )/RT
Assume W 1-W0 =^^\}Aransition 
then
K . 0-Wo/RT #bs/aa(AV)/RT
Assuming now that W0 “ 0, we can write 
K - e **/»*(
120
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Taking natural log we obtain 
,2
InK A ^ rt
a'
RTlnK
a A T /
Now j J l i  • / J f ib2 ♦ abS)
RTlnK
A V
a
assume a 1 which is reasonable
0.1
(See Chapter IIA)
f J n -  f j , (b2 ♦ 0.1b)
AssumeAl/» k^const.j, RT ■ k^const^
Then o^ClnK + 0.1 VlnK)
Now j j t y o C\f2T303 log K + 0.1 ^log K 
•303 + 0.005j log K 
So o< log K
Therefore, multiply reaction field by log K,
i
4
APPENDIX III B
CALCULATIONI OF PSEUDO REACTION FIELD (R/k LOO K0 )
OF HEB- Ia COMPLEX
smSo d - 1 n02 - 1
R - True Reaction Field
a3 D + 1 n0a + 2
Pseudo Reaction Field ■
Solvent D nD R/k R/k(log K
n-Pentane 1.81+1+ 1.3$70 0.001 1.97x10
n-Heptan® 1.921+ 1.387$ 0 0
Methylcyclopentane 1.98$ 1 .1+106 0.001 1 .l+i+xlO"4
Methylcyclohexane 2.020 1.1+22$ 0.001 2 «$6xl0"4
Cyclohexane 2.023 1.1+290 0 .001+ 20.61+xl0“4
CC14 2.238 l.U630$ 0.017 89.1* xlO-4
CHC13 1+ .86 1.1+1+61+3 0.291+ 0.167
n-Butyl Bromide 7.07 1.1+398 0.1+06 0.2$l+
1,2-Dibromoethane 7.77 l.$380 .0.378 0.209
2 , 3-Dichloroethane 10.6$ 1.1+1+1+0 0.1+97 0.333
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APPENDIX IV
CALCULATION OF THE OSCILLATOR STRENGTH OF THE 
CHARGE-TRANSFER TRANSITION
The oscillar strength of the charge-transfer absorption 
was evaluated experimentally using the following equation
f  (experimental)60 ■ 1.3J? x 10"8 £ max (1/max - V l / 2 )  
where'll/is the frequency in cm"1, and £ max the molar extinction 
coefficient, respectively, aj; peak absorptionj"L^l/2 is the 
half-width of the absorption band.
®°McGlynn, S.P., Chem. Rev. £8, 1129 (19$8).
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